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ABSTRACT

Iron was oxidized in the absence of oxygen at 3000C in solutions containing
chloride and/or iron(II) ions. The oxidation reaction

3Fe + 4H2 0 - Fe3 04 + 4H2 AG300oc = -10.3 kcal/moleFe 3O4 (1)

was conveniently studied by the hydrogen-effusion method, which determines the
rate at which hydrogen is evolved. The electrolytes in solution affect the re-
action rate of Eq. (1) but, except for iron(II), do not enter into the final reaction
products. The generally accepted concept that chloride ions accelerate the oxi-
dation of iron has not received experimental verification, because, in addition to
chloride ions, the system must contain iron(H) ions. An empirical equation has
been derived that describes the extent of iron oxidation W with time t as a func-
tion of the iron(II) chloride molar concentrations; viz,

W = a log (bt + 1) + k'[Fe2+]1 /2 [Cl] 1 / 2 t, (2)

where a and b are adjustable parameters and k' is the kinetic rate constant for
the steady-state condition of constant oxidation rate. The first term, or the log
term, has been described as an oxidation mechanism in which an oxide film, con-
taining pores that are continuously being filled and regenerated, influences the
reaction rate. Magnetite, or Fe3O4, is deposited as a tightly adherend crystalline
film at the metal/solution interface and apparently also quenches the reaction rate
by serving as a physical barrier. The differential with respect to time of the
second term of Eq. (2) describes a rate mechanism that is proceeding under the
diffusive control of ions migrating across the Nernst boundary layers of anodic and
cathodic regions of an oxide-free metal/solution interface.

PROBLEM STATUS

This an interim report on one phase of the problem; work is continuing.

AUTHORIZATION

NRL Problem C05-29
Project RR 007-02-41-5678
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KINETICS OF THE CHLORIDE-INDUCED OXIDATION OF IRON AT 300 0C

INTRODUCTION

It has been generally considered that the chloride ion has the unique property to ac-
celerate the oxidation of iron. A recent survey of the literature to 1968 (1, 2) on the
role of the chloride ion on the oxidation of iron has found no generally accepted explana-
tion of the mechanism by means of which halide ions participate in the oxidation reaction
other than that the halide ions are capable of being adsorbed at the iron/solution inter-
face. There is also much conflicting experimental evidence on the role of the chloride
ion in the oxidation reaction such as to lead to a lack of agreement on whether to classify
chloride ions as oxidation promoters or retarders.

Iron, with a standard electrode potential of -0. 440 volts, would be expected to be
thermodynamically unstable with respect to oxygen and water. However, the thin con-
tinuous adherent film of the iron oxides that rapidly forms on nascent iron surfaces acts
as a barrier between the metal and the oxidizing environment and effectively retards the
rate of oxidation. The perfection and growth of such films by the action of high-
temperature water and selected aqueous solutions have been used to explain the low rates
of iron oxidation in steam boilers (3). Under ideal conditions, steam in such boilers is
generated in the absence of gaseous oxygen. Slater and Parr (4) have discussed the con-
ditions under which iron boiler walls have become pitted and eventually penetrated by
chloride-ion-ladened boiler waters. Potter and Mann (5) have reported that mild steel
oxidizes rapidly above 2000C in dilute solutions of iron(II) chloride and that the oxidation
products and the rates of reaction are typical of those found in on-load boilers. More
recently, they report that solutions of sodium chloride have actually inhibited the oxi-
dation rate of iron under the same conditions (6). -

This investigation has been undertaken in an effort to resolve the conflicts posed by
the previous investigators. Accordingly, the kinetics of the chloride-induced oxidation
of iron at 3000C, in the absence of gaseous oxygen, has been studied in an attempt to
elucidate the mechanism. The experimental parameters approximate those found in
power-generating systems.

EXPERIMENTAL SECTION

Chemicals

The water used to prepare all the solutions was triply distilled, once from a Barnsted
still and then through two stages of a quartz still. It was stored in tightly capped bottles
of borosilicate glass. Hydrochloric acid, iron(II) chloride, and sulfuric acid were reagent-
grade chemicals and used as received. The iron specimens were made from cold-drawn,
low-carbon (0.9%) steel tubing which had a 0.634-cm O.D. and 0.051-cm walls. The analysis
of these specimens is shown in Table 1. The inner and outer surfaces of the steel tubing
were degreased and thoroughly abraded with fine steel wool after which the tubing was
hydrogen annealed for 1 hour at 870'C. This procedure was followed by a 1-hour vacuum
anneal at 8700C and a 16-hour slow cooling to room temperature in the furnace under
vacuum.

1
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Table 1
Analysis of the Iron Specimens

Constituent Weight Percent

Carbon 0.09
Phosphorus 0.017
Sulfur 0.032
Nitrogen 0.007
Manganese 0. 57
Silicon 0.07
Chromium 0.10
Nickel 0.07
Iron (by difference) 99. 04

Procedure

The rate of iron oxidation as a function of time was measured by the hydrogen-
effusion method, which has been previously described (7, 8). This method uses the iron
specimen in the form of a small metal capsule filled with 0. 500 ± 0. 003 g of solution.
The capsule is maintained at a constant controlled temperature of 3000C in a vacuum
oven. Under these conditions and in the absence of dissolved oxygen, iron oxidizes ac-
cording to

3Fe + 4H20 .Fe304 + 4H2. (1)

At elevated temperatures, hydrogen gas diffuses or effuses easily through the iron wall
of the capsule into the vacuum oven where the gas pressure is measured continuously as
a function of time. The rate of hydrogen gas pressure change in the oven is used to de-
termine the rate of iron oxidation according to

(RATE) = d(Fe) = 0.75 A [Api
dt - ART [jA-ti'

where

d(Fe)
dt

= rate of iron oxidation at time t following the insertion of sample into
into vacuum oven,

V = volume of the vacuum oven,

R = gas constant,

T = temperature of H2 ,

A = measured geometrical surface area of the iron specimen in contact with
the oxidizing electrolyte increased by 20% to allow for surface rough-
ness (7),

AP
At

= rate of hydrogen gas pressure change at time t following the insertion
of the capsule into the vacuum oven.

Following the custom previously established in this laboratory, all iron oxidation rates
are expressed in terms of milligrams of iron oxidized per square decimeter of geo-
metrical surface in contact with the electrolyte per month; to convert this value to moles

(2)
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of iron oxidized per square centimeter per minute, multiply by 4.4 x 10-12. The range
of hydrogen pressures measured rose from 0. 1 to 50 microns Hg, after which the
vacuum oven was evacuated and the cycle repeated.

The capsule systems, e. g., iron specimens containing an encapsulated solution,
that were prepared to be studied at 3000C are given in Table 2. Several capsule systems
burst within minutes following insertion into the high-temperature vacuum oven. When
possible, these systems were replaced. Such failures were always due to imperfectly
sealed ends. All of the capsules containing the 10 - M and 5 x 10-4 M FeCl2 and 10-1 M
NaCl solutions were kept in the vacuum oven till failure occurred. Failure was signaled
by the onset of a sudden and rapid pressure increase and/or by the appearance of an
aqueous condensate in the cooler portions of the vacuum system. Following the cor-
rosive penetration of the wall, the capsule was withdrawn from the furnace section of the
vacuum system, cooled to room temperature, and removed from the vacuum system.

Sets of Capsule Systems
Table 2
Prepared to be Studied at 3000C

The pH of any solution recovered from a capsule was determined on a Beckman
model GS pH meter equipped with a 289-82 microelectrode capable of measuring vol-
umes on the order of 0. 05 ml. The electrode system was protected by a nitrogen
atmosphere, and the determination was made at 250C.

Randomly selected FeCl2 capsule systems were opened and drained of any remaining
liquid. Capsules were sectioned by means of a jeweler's saw, washed in acetone, de-
hydrated, and stored in a vacuum desiccator. The opened capsules were examined vis-
ually and under high-powered microscopic magnification. The oxide/solution interface
of a capsule system containing 5 x 10- 4M FeCl2 was examined under an electron micro-
scope. Sections of the oxide-coated inner walls were also subjected to x-ray diffraction
analysis (9).

Encapsulated Conc. pH of Soln.Set Solution (moles/liter) before Remarks
Encapsulation

A FeCl 2 1 x 10- 3 5.70

B FeCl 2 5 x 10 4 3.00 Capsule filled with 10--3M
HCl to generate FeCl2 in situ

C FeCl 2 5 x 10O5 4.00 Capsule filled with 10-4 M
HCl to generate FeCl2 in situ

D FeCl 2 1 x 10-3 5. 70 Inner walls of capsule washed
twice with FeCl2 soln. be-
fore final filling

E NaCl 1 x 10i3 6.15

F NaCl 1 x 10l 5.92

G FeSO 4 5 x 10-4 3.00 Capsule filled with 5 x 10 M
H2 SO4 to generate FeSO4
in situ

H H20 5.80 Triply distilled

3
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RESULTS

The kinetics of the oxidation of iron by the solution of electrolytes has been deter-
mined by measuring the rate of hydrogen gas evolution in accordance with Eqs. (1) and
(2). The experimental results of the oxidation rates at 3000C as a function of time are
given in Figs. 1, 2, 3, and 4. Each curve in Figs. 2, 3, and 4 represents the averaged
results of the duplicate runs of any particular set. The number of duplicate runs per
set is given in Table 3. The pH of the solutions recovered from the various capsule
systems averaged 6.9. In the case of the capsule system that had been originally filled
with 10- 4 M HCl (pH 4. 00) (Set C), this averaged pH represents a reduction of 99. 9% of
the hydrogen ion activity or 10-4 M of chloride ions that presumably are not balanced
electrically by an equivalent of colInterions. To satisfy the conditions of electroneu-
trality, an equivalent quantity of the metal substrate is assumed to have entered into
solution as hydrated ions.

The progress of the experimental oxidation process may be obtained from Fig. 1,
which is typical of all the systems investigated. At zero time the capsule system, which
is at 250C, is inserted into the vacuum oven maintained at 3000C. Depending on the con-
ditions, it will take the capsule 24 to 29 minutes to reach the temperature of the oven;
meanwhile, the oxidation rate is increasing with the temperature. In all the capsule
systems investigated, the logarithm of the oxidation rate increased linearly with time.
After the maximum oxidation rate, hereafter termed the peak oxidation rate, is reached,
the reaction rate decreased at a rate, depending on the nature and concentration of the
added electrolyte, to a steady-state condition of constant oxidation rate, hereafter
termed the plateau oxidation rate. Table 3 contains the mean peak and plateau oxidation
rates for sets A to H. /

The sets A, B, C, and D containing iron(1I) chloride, Figs. 2 and 3, developed
extraordinarily large peak and plateau region oxidation rates when compared to distilled
water (set H), Fig. 4. In Fig. 2, the peak rate of 10-3M FeCl2 (set A) is 2.27 x 105,
which is beyond the scale of the graph, and 5 x 10-sM FeCl2 (set C) did not reach the

100,000

E I i

~10,000
E

o -

0

100 L 
0 i 2 3 4 5 6 7

TIME (HOURS)

Fig. 1 - Oxidation rate of iron as a function of time for a sample
system containing 5 x 10-4M iron(II) chloride
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Fig. 2 - Oxidation rate of iron for sets A (1 x 10 3M FeCl2 ),
B (5 x 10- 4M FeCd2 ), and C (5 x 10-5 M FeCl 2 ) as a function of time
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Table 3
Mean Oxidation Rates, Duration of Tests, and

* Failed due to stress-corrosion cracking in the region of the welded ends.
t Calculated for 7-day period only. It is estimated that at the end of 70 days,
$ Estimated.
N. D. Not determined.
S Failed before plateau region was reached. At the time of failure, oxidation

Total Iron Oxidized at 3000C

the total iron oxidized was 177 mg Fe/dM 2.

rate was 96 + 31 mg Fe/dm 2 -mo.

a)

Oxidation Rates Mean Total Iron Oxidized

Set No. (mg Fe/dm 2-mo) Duration (mg Fe/dM2 )
Tested - 5__ _ _ _ _ 103__ __ _ __ _ of__ _ __ _ __Test_ _ __ _ __

Peak x 10 Plateau x of Test At 10 hr At end of test

A, (10-3M FeCl2) 4 2.27 ± 0.25 1.38 ± 0.10 11.9 ± 6.5 hr* 75.92 ± 9.67 112.1 ± 24.9

B, (5 x 10-4M FeCl2) 4 0.76 ± 0.09 0.730 ± 0.097 12.1 ± 2.3 hr* 33. 28 ± 3. 22 36.37 ± 5.36

C, (5 x10 I M FeCl2) 2 0.12 ± 0.0 0.076 ± 0.012 70 days 9.83 ± 0.69 36.56 ± 5.20t

D, (103 M FeCl 2) 3 0.960 ± 0.073 1.17 ± 0.24 9.61± 0.56 hr* 47. 12 ± 4.92t 45.74 ± 4.92

E, (10O3 M NaCl) 2 0.143 ± 0.003 0.032 ± 0.002 6 days N. D. N. D.

F, (10 1 M NaCl) 2 0.117 ± 0.003 11 40.5 hr* N. D. N. D.

G, (5 x 10-4 M FeSO 4 ) 1 0. 52 0.030 10 days N. D. N. D.

H, (H20, distilled) 1 0.0105 0. 010 4 months N. D. N. D.
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<F 00 0.1 and 0.001 ~~ 

~~~~~~~1 11 12 130

0

1000
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Fig. 4 - Oxidation rate for iron for sets B (5 x 10 4 M FeCl2 ), E (1 x
10-3 M NaCi), F (1 x 10-1 M NaCi), G (5 x 10- 4 M FeSO4), and H (Dis-
tilled H2 0) as a function of time

plateau region oxidation rates until after 7 days. From the experimental data in Table 3,
it was found that the oxidation rate for both the peak and the plateau regions could be ex-
pressed as functions of a kinetic rate constant and the electrolyte concentrations accord-
ing to

(RATE) = dW = k[Fe2+i1/2[cr-, 1/2

where W represents the weight of elemental iron being oxidized per square decimeter of
geometrical surface, k is the kinetic rate constant, t represents time in months, and
the bracketed ions are their respective concentrations in moles per liter in the solution
at the start of the experiment. The value for the kinetic constant for the peak oxidation
rate kp ak for sets A, B, and C is

kpeak = (1.46 ± 0.26) x 108 mg Fe 1 (4)

while that for the plateau region of constant oxidation rate of sets A, B, C, and D is

k = (9.79 ± 0.74) x 10 ng Fe 1
plateau =dm 2 m-o mole (5)

The percentage mean deviation for the peak oxidation rate constant is ±18% and that
for the plateau region kinetic rate constant is ±8%.

The comparative oxidative behavior at 3000C between sets A and D is given in Fig.
3. The average peak oxidation rate has been reduced from the previous high of 2. 27 x
10 5 for the set A system to 9. 60 x 104 mg Fe/dm 2 -mo for the D system. At 1.4 hours

7
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there is evidence of the peak of a secondary oxidation rate process superimposed on the
average oxidation rate-versus-time curve for the D system. At this point, the com-
parative average oxidation rates for sets A and D are 5.4 x 103 and 6. 2 x103 mg
Fe/dm2 -mo, respectively. The D system attained the plateau region oxidation rate at
the end of 3 hours compared to the 11 hours necessary for the A system. The mean of
the plateau region oxidation rates for the two curves in Fig. 3 is 1.28 x 103 mg Fe/dm2-
mo. Their mean deviation of 9% is well within the experimental error.

The experimental values of dW/dt for sets A, B, C, and D were integrated to
yield a curve of W, the quantity of iron oxidized per unit area, as a function of time t;
e.g.,

f (ddW)dt = W-T(t).
kjdt (6)

0

Mathematical analysis of this curve resulted in

W = a log (bt + 1) + k'[Fe2 +]1/2 [Cl-]I/2 t. (7)

The constants a and b are adjustable parameters that depend on the previous history of
the capsule system, and k' is a kinetic rate constant that is identical to kplateau used
in Eq. (3). The values of the parameters a, b, and k' are given in Table 4. Figure 5
shows the experimental points of W as a function of t and the values calculated by
Eq. (7) (the solid-line curve). There appears to be a remarkably good fit between the
experiment and the derived equation in Fig. 5. Equation (7) indicates that at least two
simultaneous rate mechanisms are in operation.

In Fig. 4 the oxidation behavior of systems containing 10-3M and 10- M solutions
of chloride ion as NaCl (sets E and F, respectively) and a system containing a 5 x 10 4M
solution of iron(II) ions as FeSO4 (set G) are compared with set H containing distilled
water and set B containing stoichiometrically 5 x 10-4M iron(II) and 10-3 M chloride ions.
The peak reaction rate for sets B and G are beyond the range of this graph and are
given in Table 3. The E and F systems (10--3M and 10-1M NaCl, respectively) showed
almost identical oxidative behavior and are represented for convenience by a single curve.
However, the F system (10-1 M NaCi) failed before attaining the plateau region of the
curve, which took 3 days for the set E system. The FeCl2 system (set B) attained the
plateau region after 9 hours of oxidation, the FeSO4 system (set G) required 3 days, and
the distilled water (set H) needed 90 days of oxidation to achieve the plateau region oxi-
dation rates.

To avoid the introduction of additional variables, such as the accumulation of im-
purities or changes in the physical morphologies of the solid states, that would result
from extended oxidations in the type of closed systems used in the current series of ex-
periments, the time-rate data of the various reactions were not accumulated beyond the
point necessary to establish the plateau regions.

The capsule systems, when sectioned, possessed a black adherent oxide phase on
the iron substrate that was in contact with the solution. X-ray diffraction analysis indi-
cated that Fe3 04, or magnetite, is the major surface phase (9), a result that is in accord
with Eq. (1). An electron photomicrograph of the oxide/solution interface, Fig. 6, re-
veals well-formed crystallites of Fe3 04 that are epitaxially oriented with the separate
grains of the underlying substrate (10). The well-formed crystal planes at the oxide/
solution interface probably indicate crystal growth by deposition of ions from solution
at elevated temperature.

8
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(a)

O 10 20 30 40 50 60 70 80
TIME ( HOURS)

90 100 110 120 130 140 150

(b)

Fig. 5 - Total oxidation of iron, W, as a function of time for sets A, B,
C, and D. The curve is the locus of the equation W = a log (bt+1)+
k' [Fe++] 1/2 [CI-]1/2 t.
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Table 4
Numerical Values for a, b, and k' of Eq. (7)

Set FeCl 2 Conc a b k'X 10/ mg Fe 1 (mole/liter) (mg Fe/dM2 ) (mg Fe/dm 2 -mo) (dm2_mo mole )

A 1 x 10-3 10.43 5.11 x 107 8.14 ± 0.27

B 5 x 10-4 5.11 1.76 x 105 8.14 ± 0.27

C 5 x 10-5 7.47 6.48 x 102 8.14 ± 0. 27

D 1 x 10-3 2.45 2.38 x 10 14 8.14± 0. 27

Fig. 6 - Electron photomicrograph of Fe3 O4 /solution interface of a set B
(5 x 10-4 M FeCl2 ) system whose wall ruptured at 300'C while undergoing
oxidation in a vacuum oven

DISCUSSION

The A and D systems had been originally filled with iron (II) chloride solution,
while sets B and C were filled with hydrochloric acid to form iron(II) chloride, in situ,
by eroding the inner wall of the capsule. The encapsulated solutions of sets B and C
presumably contain several of the soluble impurities of the substrate metal. However,
Eq. (3) describes an oxidation rate (an exception is the peak rate of set D, which is a
special case) that is solely the function of an electrolyte concentration which is assumed

10
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to be constant with time in a given system, although the exact distribution of the con-
stituent ions within the system presently remains unknown.

A comparison of the peak and plateau region oxidation rates for the B. E. F. G. and H
systems in Table 3 along with their respective curves in Fig. 4 shows that both iron (H)
and chloride ions must be simultaneously present, as suggested by Eq. (3), in order to
achieve the high rates of iron oxidation formerly attributed to the sole effects of the
chloride ion. However, the anomaly of an increased iron oxidation rate with an increased
iron(II) concentration (in sets A, B, and C) must be considered. In the absence of a sur-
face oxide film, the Nernst equation for the iron electrode contacting increasing concen-
trations of iron(II) chloride would predict a diminished potential for elemental iron to
enter into solution as the solvated iron(II) ion, whereas Eq. (3) predicts an oxidation
rate that is a direct function of the concentration of the electrolyte. In the presence of
an oxide film at the metal/solution interface, the mechanism becomes the iron(H)
chloride-induced oxidation of iron.

The first or log term on the right of Eq. (7) has been derived by Evans (11) and dis-
cussed by Harrison (12) as describing a mechanism of oxide film growth in which the
oxide contains pores that are continuously being filled and regenerated. The second
term on the right-hand side of Eq. (7) is the product of the plateau region oxidation rate
equation that has been described in Eq. (3) and the time. In this case, it has reappeared
as a result of the mathematical analysis of Eq. (6). The numerical value for kplateau
for Eq. (3) given in Eq. (5), is larger than that for k' for Eq. (7), given in Table 4.
The former value had been originally obtained by dividing the iron(H) chloride concen-
tration terms into a plateau region oxidation rate that contained elements of the
logarithmic-term oxide film growth process. This condition is also reflected in the
average mean deviation for kplateau and k' of 8% and 3%, respectively.

The first term of Eq. (7), which suggests an oxide film growth proceeding by a pore
filling-pore generating mechanism, is the major term numerically at small values of t;
it describes the region, in Figs. 1, 2, and 3, where the oxidation rate decreases from
the peak rate to the plateau region where the reaction rate is determined solely by the
electrolyte concentration according to Eq. (3). The second or linear term of Eq. (7) is
the major term numerically at larger values of t; it describes the plateau region where
the oxidation rate is relatively constant with time. However, the plateau region still
represents the sum of the elements of at least two rate processes expressed mathe-
matically by a monotonically decreasing function with time that approaches asymptotically
a second function that is contant with time. It would be reasonable to postulate that the
experimental points about the curve in Fig. 1 that becomes the plateau region oxidation
rate represent a dynamic equilibrium involving a cyclic mechanism of pore formation
and pore closure (13).

The kinetic rate equation for the plateau region (Eq. (3)), the product of a kinetic
rate constant and postulated constant electrolyte concentration terms, is a constant. In-
tegration of this equation according to

W t
|dw kplateau [Fe2+]1/2 [Cl ]1/2 dt (8)
0 0

yields

W = kplateau [Fe2 +]1/2 [Cl-'1/2 t,(9)

which is identical to the linear term of Eq. (7). According to Evans (14) and Tomashov
(15), Eq. (9) conforms to a linear law of oxide film growth. Films that grow according

11
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to this linear law do not display a dependence of the oxidation rate on the thickness of
the oxide film; they are considered to be nonprotective, and the oxidation process is
controlled by the chemical reaction.

However, some systems display experimental kinetic oxidation rate constants that
are much smaller than would be expected from a similar constant obtained from the re-
action of a truly nonprotective film or an unobstructed surface (15). For these cases,
the mechanism of film growth proceeds by the initial formation of a pseudomorphous
oxide film that is a crystallographic continuation of the metal lattice. Since this film
does not possess the true parameters of the oxide lattice, it displays no sign of stress.
Films with thicknesses of one to two parameter units are rapidly formed when nascent
iron surfaces are exposed to oxygen even at ambient temperatures (16). Continued
oxidation increases the thickness of this layer until it reaches a critical size and is
converted into the normal oxide with its own inherent lattice parameters and density.
Internal stresses that now appear cause the outwardly growing oxide surface to fracture
without affecting the thin continuous inner layer. The thickness of this inner layer,
under conditions of constant temperature and electrolyte concentrations, remains ap-
proximately constant so that an oxidation rate under the control of the diffusion path
through this layer remains constant.

In the present investigation, the values of kpeak (Eq. (4)) and kplateat. (Eq. (5)) are
separated by approximately two orders of magnitude. While the hypothesis of a constant-
thickness inner layer is reasonable, it must also account for the disparity in oxidation
rates found between the systems that contained both iron(II) and chloride ions and those
that contained them separately. Also, the crystal lattice of Fe3O4 displays orientational
correspondence with the lattice of the the , -iron substrate (17); e. g., the oxide lattice
parameters are an extension of that of the substrate, so that there is a minimum dis-
placement of the ions from their true parameters, and a pseudomorphous inner oxide is
not required for the transition of the metal to the oxide phase.

In Fig. 6 the crystallites of Fe3 O4 are epitaxially oriented with the lattice of the
underlying substrate (10). Such films retard oxidation by simply reducing the metal
solution interfacial area (18). Furthermore, the location and the nature of the oxide
film porosity remain unresolved. However, Douglass (13) has attributed porosity in
the region of the Fe3 0 4 /iron interface to vacancies caused by the depletion of iron at
the metal oxidation zone. The coalescence of the vacancies into cavities coupled with
the nonplasticity of Fe3 04 creates porous zones at the interface that periodically fill up
and reopen. The high oxidation rates and linear law of film growth, Eq. (9), preclude
the diffusion of ions through the lattice of the solid-state oxides. Oxide films generated
in a manner similar to those formed in this investigation have had a high degree of
porosity attributed to them (5, 10, 20). Bloom et al. (21) reported that the early stages
of the oxidation by 15% NaOH proceeded by a pore-blocking mechanism and derived a
log term for W similar to that in Eq. (7).

No direct relation exists between the quantity of oxide film reaction product that is
deposited at the metal/solution interface at the peak and plateau regions and the reaction
rates predicted by Eq. (3). It can be seen from Table 3 that the quantity of oxide film
deposited at the interface is a variable quantity for these regions. Furthermore, the
plateau region of constant oxidation rate retains its steady-state condition with time de-
spite the continued formation of oxide film reaction product. The possibility of the
presence of a secondary process occurring within the oxide film acting in a manner to
affect its ability to quench the oxidation rate will be considered below.

The A and D capsule systems contained the same concentrations of iron(II) chloride
except that the inner metal surface of the latter capsule system was rinsed several times
with FeCl2 in an attempt to remove any manganese present as a 0. 57-weight-percent im-
purity (see Table 1) from the surface phases. The forward metathetical reaction
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Mn + Fe2 + - Fe + Mn2 + (10)

has a standard free energy of reaction AGO, based on the respective standard oxidation
potentials of the metals, of -34. 0 kcal/mole. At equilibrium (250C), the ratio

[Mn2 +1-105()
[Fe 2 +] 1

has been calculated for reaction (10).

The appearance of the second peak, attributed to an alternate oxidation process, in
Fig. 3 for set D, may signal the effect that the reaccumulation of manganese, concur-
rent with the oxidation of the wall metal, may have on the oxidation rate. In contrast,
the unselective erosion of the iron surface in those systems (sets B and C) where iron(II)
chloride was produced in situ by the action of hydrochloric acid did not yield such deviant
results. Evans (22) postulates that minor alloying constituents having a much greater
affinity for oxygen (in this case, manganese) than that of the matrix metal would be
preferentially oxidized and concentrate as an intermediate layer at the metal/oxide
interface. Evidence of a possible separate MnO-enriched phase in the surface oxide film
has been obtained by x-ray diffraction analysis (9). The presence of the second oxidation
rate peak for the D system and the long decay to the plateau region for the A system
may be indicative of the role of manganese in the creation of vacancies in the oxidation
zone that could coalesce, according to the suggestion by Douglass (13), into cavities and
contribute to film porosity.

The reduced peak oxidation rate for set D compared to set A is attributed to the
formation of iron oxides on the metal substrates consequent to their being washed by
FeCl 2 solution in air. This is supported by the observation that reduced peak oxidation
rates have been obtained in all cases where iron specimens possessed a preformed,
though invisible (to the eye), surface oxide film. For example, the iron specimens used
in this investigation had been permitted to age 2 years in a desiccator following their
hydrogen and vacuum anneal and yielded peak oxidation rates that were 12% lower than
the corresponding value for nonaged specimens. Their plateau region oxidation rates
remained unaltered, however. No further studies have been made on the possible re-
lation between the manganese content of the iron and its oxidative behavior at elevated
temperatures.

Variations in the chemical treatment of the iron surfaces for the A, B, C, and D
systems prior to oxidation have altered the values of the adjustable parameters a and b
in the log term of Eq. (7), while the value of k' has maintained a constant value, Table
4. It is apparent that the characteristic oxidative rate behavior of iron is a function
of k' and is located in the plateau region where a steady-state condition is maintained
on a surface covered with an oxide film. The numerical value of k used in Eq. (3)
represents an approximation obtained by disregarding other less possible rate processes.
Thus, it would be of interest to compare the oxidative behavior of iron in the plateau
region with the results of other investigations performed under similar conditions.

Potter and Mann (5, 6, 19) studied the chloride-induced oxidation of iron at elevated
temperatures by placing their iron specimens in an autoclave and measuring the growth
of a preformed oxide film. In this method, the only escape path for the hydrogen formed
as a reaction end product was through the oxide film. They found (6) that a linear growth
law could be obtained only if a low-hydrogen-overvoltage cathode, e. g., a film of nickel,
were deposited at the oxide/solution region. Without this artifice to withdraw the solvated
hydrogen ions from the region where the metal substrate, oxide film, and the electrolyte
have a common interface, a very erratic oxidation resulted that was characterized by
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spalling and exfoliation of the oxide film. Their rates of oxidation or linear growth law
slopes depended on the mass of nickel deposited per unit area. For their experimental
results, a linear film growth law can be obtained that is proportional to the cube root of
the weight of metallic nickel, in milligrams per sq cm, that is deposited at the oxide/
solution interface; e.g.

W = k" (Ni) 1 / 3 t (12)

k = (3.85 ± 0.15) x 104 mg Fe x ( cm2 1/3
dm2-mo mole gNi

Differentiating Eq. (12) with respect to t to obtain the rate,

dW= k" (Ni) 1 /3 , (13)

and making the assumption that k" of Eq. (13) is also a function of the electrolyte con-
centration,

k" = k'. [Fe 2+]1/ 2 [Cl-]/2, (14)

Eq. (13) becomes

dW = k..(Ni) 1 / 3 [Fe 2 +]1 /2 [cl 1/2, (15)

where

k.. = (2.61 + 0.11) x 105 mg Fe x I cm2 )
d m2 -m _Mol_,_-Ie \mgNi/

If k"' (Ni)1' 3 is considered to be equivalent to the kinetic rate constant k', Eq. (15) is
identical form with that of the plateau rate equation for Eq. (3); e. g.,

dW = k'[Fe2+]1/2 [CI1 1/2, )

where the value of k' obtained in this investigation (Eq. (7) and Table 4) is 8. 14 x 105
mg Fe 1/dM 2-mo-mole, and the ratio

k )~1/3mgNi~ 1/3
= 3.1(N )l/3 (\m 2 ) (16)

Potter and Mann's oxidation was of iron specimens possessing a preformed oxide film
and their data precluded the presence in Eq. (12) of a log term descriptive of an early
film growth proceeding by a pore filling-pore generating mechanism such as had been
obtained in Eq. (7).

Habashi (23) has examined oxidation reactions undergone by several metals that were
characterized by the single fact that no insoluble reaction end product was formed at the
metal/solution interface to hinder the heterogeneous phase reaction. Postulating an
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electrochemical mechanism for the oxidation process with a slow or rate-determining
step described as the diffusive transport across the Nernst boundary layer by a de-
polarizer to the cathodic region and a complexing agent toward the anodic region, Habashi
obtained the following rate equation to fit the data:

(RATE) = A k,[C]k2 [D]
k1 [C] + k2[D]'

(17)

where

A = total surface area in contact with the electrolyte,

k1, k2 = kinetic rate constants,

[C] , [D] = concentration of reagents whose diffusive transport across the respec-
tive anodic and cathodic region Nernst layers determine the reaction rate.

When k1 [C] = k2 [DI, Eq. (17) may be written as

(RATE) = 1/2 (kk2)l/ 2A[C1/2 [D]l1/2

(RATE) = kIV[Cl1/2 [DI 1/2

(18)

(19)

which is identical form with Eq. (3) found in this investigation and where the metal sub-
strate contained a tight adherent film of Fe3 04, shown in Fig. 6. The validity of Eq.
(17), proposed by Habashi, in the form of

(dW) k, [Fe 2 +l k 2 [Cl17

k1 [Fe2+] + k 2 [Cl-I (20)

is undergoing further investigation.

The thermodynamics of the oxidation of iron at 3000C was
schewski and Evan's data (24):

3FeC12 (s) + 4H20(t) , Fe3 04(s) + H2 (g) + 6HCI(g) AG.

6HCI(g) + 3Fe(s) -, 3FeCI2 (s) + 3H2 (g) AG,

calculated from Kuba-

300°c = 44.6 kcal

300°C = - 54.9 kca]

or

(21)

(22)

3Fe(s) + 4H20(t) + {6HCl(g)} - Fe3O4 (s) + 4H2 (g) + {6HCl(g)} AG30CoC = -10.3 keal/mole Fe304

(23)
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where the subscripts s, 1, and g represent the solid, liquid, and gaseous states, re-
spectively. The summation of Eq. (21) and (22) yields Eq. (23), which is equivalent to

Eq. (1) proposed earlier as the fundamental oxidation reaction. It may be postulated

that the function of the oxidizing solution would be to alter the rate of reaction; it does

not enter into the final reaction product. The oxidation of FeCl2 to the experimentally

determined solid surface phase, Fe3 O4 (in Eq. (21), represents a very unfavorable

thermodynamic reaction unless the reaction product, HCl, is considered to react fur-
ther with additional Fe as in Eq. (22). The free energy of reaction in Eq. (23) cor-

responds with that given in the literature (Ref. 25) so that a cyclic process is postulated

and is expressed symbolically by the inclusion of {6HCl I)} on both sides of Eq. (23). It

is apparent in this analysis that the chloride ion, as HC'1 in this case, functions as a
catalyst to the oxidation reaction.

The rate of precipitation of iron(II) from solution to the oxide surface, and hence

its replenishment from the metal/solution interface by the continued oxidation of ele-

mental iron, would be expected to be a function of the iron(f) concentration. It is not

clear at present whether a rate-controlling step in the overall reaction would be the

depolarization at the cathodic regions by, or the reduction of, the solvated proton. The

concentration of this ion would be a function of the iron(II) concentration.

Silverman and Dodson (26) investigated the homogeneous solution behavior of anions

in the redox reaction between iron(II)/iron(III). They proposed that the rate of electron

transfer was accelerated by anions, such as chloride and hydroxide, by forming an

activated binuclear bridge complex intermediate. The catalytic activity of the hydroxyl

ion was several orders of magnitude greater than that of the chloride ion. Simonova and

Rotinyan (27) extended this concept to the heterogeneous reaction at the iron/solution
interface. When water and the hydroxyl ion participate in the activated intermediate

binuclear bridge complex between the metal and its solvated iron(II) ion, the low-

solubility oxidation products that are ultimately formed are precipitated in the immedi-
ate area of the anodic site, thus quenching the reaction. The presence of chloride ions

in sufficient concentration leads to a condition where the soluble iron(II) chloride dif-

fusing away from the anodic region is deposited as basic iron compounds by hydroxyl
ions diffusing toward the anodic region. The released chloride ions are free to return

to the anodic sites. Hydroxyl ions are continually being removed from solution and pre-

vented from reaching an anodic site by reacting with the outwardly diffusing iron salts.

Eventually, chloride ions concentrate at the metal/oxide-metal/solution common
interface to the exclusion of the hydroxyl ion, which paradoxically displays the greatest
catalytic activity. The porous oxide film synergistically aids in this process by con-
fining the countercurrent ion migrations as pore-localized phenomena so that the oxide
film may be ultimately regarded as an ionic sieve. The discriminating action of such a

sieve does not depend on its pore sizes nor on the sizes of the ions under discussion but
on the abilities of anions, such as the chloride ion, to diffuse toward anodic regions at

the metal/oxide-metal/solution interface without being precipitated, chemically altered,
or otherwise diminished in concentration.
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